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Consider the change of Internal Energy 

(1)  dU=TdS - pdV 

The Free Enthalpy G=U-TS+pvV gives 

(2) dG=-SdT + Vdp 

The argument of homogeneous functions establishes G as 
(3) G = Nju(T,p,c) (sum over repeated indices) 


where (T,p,c) = OnjG is the chemical potential of species } which depends only on intensive 
quantities (temperature, pressure, concentrations) 


Now consider two systems not in equilibrium with each other. Bringing them into contact, 
including mixing, and into thermal equilibrium minimises - what exactly? 

A general way would be to say that, upon reaching overall thermal equilibrium, we maximise 
Entropy under the constraint of conserving Internal Energy U or Enthalpy H, depending on whether 
we do the equilibrating procedure at constant volume or constant pressure, respectively. 

Is this assumption of energy/enthalpy conservation, as "evident" as it may appear, experimentally 
always respected? 

We might, of course, say that any apparent energy change visible by heating or cooling of the final 
state can be attributed to particle interactions which enter into the expression for the microscopic 
internal energy. 

Let us, therefore, look for a system that has no change of microscopic energy conditions upon 
mixing/contact. 

As an example, consider the mixing of a salt solution with fresh water. We might assume that the 
salt dilution gives no contribution to the microscopic interaction energies. 

All we should see then would be a uniform spreading of the salt while temperature remains the 
same. 

But this is not the observation. The mixture will heat up slightly corresponding to an energy about 
TAS with T being the original temperature and AS the increase in configurational entropy. 

Where does this energy come from ? 

From the minimisation of Free Energy / Free Enthalpy , one will say. 

As already said, we can assume that the solute (salt) does not affect particle energies such as to 
justify a temperature increase which becomes a pure entropy effect. 

But, how is the Free Energy/Enthalpy contained in the Internal Energy/Enthalpy which is supposed 
to be conserved in the process? 
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Let's go back to our starting point, the change of Internal Energy 
(4) dU=TdS - pdV 


The reason to introduce a quantity TdS and not a term dQ is purely mathematical and due to the 
presence of the term pdV. A change of Internal Energy can have any of the two sources, volume 
work or "heat" work. 

This brought about the invention of entropy and we must assume that any change of entropy brings 
about a change in Internal Energy. 

One has so far always shunned away from including mixing entropy with this effect but, apparently, 
this is not the case. 

So, we are entitled to postulate two kinds of entropies: microscopic entropy reflecting particle 
motion and configurational entropy reflecting presence of different particles. 

How about heat capacity? 

When we heat up a container, configurational entropy will remain the same since we bring not in 
any particles. Hence, there will be no contribution from this "hidden" energy and heat capacity will 
remain well described by microscopic velocities and interactions. 

If, however, we change composition, we will have to perform work to do this and this work will 
change the Internal Energy by TAS cone . 


To illustrate this point, let's look again at osmosis and perform a simple experiment: 

Step 1: Assume an incompressible fluid. 

At temperature T, have a thermally isolated volume V = V, + V2 with V, = V> 

separated by a heat-conducting semi-permeable membrane (spm) and same salt concentration on 
either side. 

This is the same situation as if the spm were not there. 

Step 2: push the spm over from V; to V> 

This requires volume work on the spm furnished by the outside since pressure in V> rises. 

This work brings in the extra Internal Energy. 

On this occasion, there has been no reason to generate heat and there is then no change of 
microscopic entropy. 

Step 3: replace spm by impermeable wall and provide pressure equilibrium. Since we assumed 
incompressibility, this will change basically nothing. 

Step 4: pull wall out and let both volumes mix. 

Configurational entropy changes and the work brought in in step 2 heats the solution up. 

The heat energy will be 6Q; = Ti AS conr 

So far, so fine and our first law of thermodynamics is safe. 


Now, for a change, heat up the solution after step 3 to T, , when both volumina are separated. 


Then perform step 4, the mixing, at temperature T> 
The amount of heat generated will be of course 6Q) = T2AS cone . 
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This stings a little since we did not do any work to bring in this extra energy (SQ; - 5Q; ). 

If we want to save the first law, we have to assume that this extra energy comes from heating and 
that the heat capacity of the two separate volumes, at different concentrations picks up an additional 
term ASconr , compared to the heat capacity of the homogeneous solution. 

Internal Energy of a solution then becomes 


U=Unie- TSconr (generally U = Unie - JdTSconr (T) ) 

Umic is the microscopic Internal Energy, Sconr is the configurational entropy of the mixture. 
Heat capacity becomes 

Cy = Cymic - Scont 

For pure substances, S.onr = 0 and there is no contribution. 


Why the minus sign ? 

As we saw above, the separate volumina have total configurational entropy /ess than the 
homogeneous solution; entropy increase is the driving force for mixing. 

The pressure work we brought in raised Internal Energy while /Jowering configurational entropy. 
As for the heating, we had to heat the separate volumina up only from T, to T> . 

The final homogeneous solution, upon mixing the two volumes, will have temperature T; > T> 
Since the heat energy brought in must be the same whether we heat the separate volumes and then 
mix or heat up the homogeneous solution from T; to T; , heat capacity must decrease with 
increasing configurational entropy. 

For mixtures, there should therefore be a measurable contribution always decreasing the heat 
capacity compared to the pure substances as long as interactions between species, which could 
counteract, play no role. 

This effect is well observed, but wrongly explained. 
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